Introduction
During the resurgence of interest in coordination chemistry in the 50's and 60's, numerous scientists were involved in the determination of the stability constants for metal complexes in aqueous solution. The extent of these studies is represented by the cumulative tables of stability constants which were originally compiled under the auspices of the International Union of Pure and Applied Chemistry (1) . These tabulations are probably the most complete to date and should be consulted for numerical results and references for particular systems. Perrin has published a further supplement of the tables of stability constants dealing with organic ligands (2) . Although these tabulations are useful generally, the number of combinations of metals, ligands, ionic media, and temperature is so large that frequently even for simple systems, data for specific sets of conditions are absent. Furthermore, extrapolation of available data to regions of interest is often hampered either by inadequate theory to guide extrapolation or by the lack of reliable data describing such factors as temperature and ionic medium effects. Several ligands and/or metal ions may be present in the same system and internally consistent stability constants in such cases are difficult to find. A recent compilation by Smith and Martell (3) is aimed at providing for the user, a set of stability constants selected by these authors. Critical surveys of stability constants of metal complexes are also being prepared under the auspices of the International Union of Pure and Applied Chemistry (4, 5) and in these reports, each system consisting of a series of metal ions or ligands is being treated by a scientist who is an expert in that particular field. These and other publications (6, 7) will aid the user in selecting the best stability constant values from the literature.
In the past twenty years, interest in the formation of metal complexes in aqueous solutions has changed from the more basic purposes of interpreting the mechanism of formation and correlating stability constant data, to numerous applied fields ranging from the formation of complexes in biological fluids to the treatment of sewage. Recently (8) , the toxicity of cadmium to the grass shrimp (Palaemonetes pugio) was studied in the presence of chloride ion and the chelating ligand, nitrilotriacetic acid (NTA). Taking into account both chloride and NTA complexes of the metal ion, it was shown that the degree of toxicity was directly related to the activity of the free cadmium ion. In these cases, stability data are used simply as tools to control systems or processes or to understand the mechanism of biological and other reactions. Another important application of stability data for the design of metal ion buffers for use in biological systems and for standardizing ion-selective electrodes has been discussed by Perrin et al (9) .
In view of the increasing need to understand the interactions between ions in diverse mixed electrolytes, investigators in almost all fields of science require reliable stability constants for their systems and conditions. Most workers in areas outside physical and inorganic chemistry are not trained in methods of stability constant determination. However, reliable stability constants are readily determined for most simple aqueous systems consisting of only one metal cation, which may have hydroxyl complexes, and one ligand, which may also have ionizable protons. Recent developments which have facilitated stability constant determination include:
(i) the availability of high speed computers, (ii) modern solid state electronics and (iii) the establishments of reliable standards.
The present article is intended as a guide for the determination of stability constants for those whose background is not in physical chemistry but who recognize such a need in their own systems. It is not aimed at scientists whose research interests are in the methodology of stability constant determination. The determination of stability constants will be described in detail from the design of the experimental methods to the final computer analysis of the data. The systems to be considered are ones for which closely related standards have been accepted; this will include aqueous media from 0 -90°C, ionic strengths up to 0.2 mol dm3, a pH range from about 2 to 12 and species which are stable for the time needed to complete the measurements. Recently, acid-base standards have been proposed by Bates and his co-workers at ionic strengths up to 1 mol dm3 (10) .
There is clearly a need to establish non-aqueous and mixed solvent standards over a wide range of temperature (eg. up to the critical point of water) which are internally consi stent*.
In the present treatment, we shall restrict our discussion to complexes containing only one metal cation or ligand but with the possibility of several ionizable protons or hydroxyl ions. Extending the formulae and mathematics presented herein to mixed ligand complexes is formally straight forward. In practice, however, the experimental charac-* This is taken to mean setting up standards in such a way that operational definitions in one system transform smoothly into the second, third, etc. pure component properties. The present day standards of pH are a result of about two decades of very careful work.
Similar sets of consistent standards for other common solvents and mixed solvents appear to be years in the future.
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The discussion will be centered on the most widely used potentiometric method for determining stability constants but some of the problems involved in the application of other experimental methods will be outlined.
Thermodynamic stability constants for a given complex are defined with respect to the activities of the uncomplexed constituent ionic species.
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For example, in the calcium citrate system:- of the species Z±Z(ll). In the present report, the activity coefficients will either be assumed to be constant and incorporated into the stability constant for experiments made at constant ionic strength, or they will be calculated from the widely used
where I is the molar ionic strength A complete discussion of this and other equations can be found elsewhere (11) (12) (13) (14) . In the presence of relatively large concentrations of "neutral" or inert electrolytes which are assumed not to form complexes with the reacting species, the activity coefficients can be taken as constant. Concentrations are then calculated from the experimental measurements leading to constants of the form:
In Equation (3) and in the remainder of this Chapter, charges will be omitted for clarity. These concentration constants are valid only at or near the conditions at which they were determined whereas thermodynamic constants are dependent only upon temperature and pressure. The thermodynamic constants are, therefore, a property of the isolated species in water and are of fundamental interest for the understanding of ionic interactions which take place in electrolyte solutions. It should be stressed, however, that the constants at known ionic strengths are equally valid as thermodynamic equilibrium constants provided that the background salt solution is defined as the standard state (15) . They are often used to calculate the concentrations of species in specific cases such as serum or concentrated solutions encountered in natural water systems and marine chemistry because the functional form of the activity coefficient is not known over the wide range of conditions of interest.
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In addition, for metal-ligand systems where it is not always clear which complex species have to be taken into account, preliminary work at constant ionic strength can help to identify the important components by eliminating uncertainties in activity coefficient estimations.
Potentiometry: The most frequently studied ion association reaction is that between a metal ion Mm+ and an anion of a weak acid HL. In the application of the potentiometric method, the problem is to determine the nature and concentrations of all the species present in the solutions from the measured pH(= -log {H}) of buffer solutions containing the acid HL, the base (e.g. NaOH or KOH, generalized as BOH) and the metal ion (usually added as the perchlorate salt M(C1O4)m generalized as MXm)• It should be noted that if two or more solution species have identical charges and the same number of metal ions and ligand molecules, only the sum of the concentrations can be determined potentiometrically (16).
Thus the two forms of glycine NHCH2COO and NH2CH2COOH, complex species such as [FeEDTA] and [Fe(OH)(H.EDTA)], configurational and conformational isomers and inner-and outersphere complexes are indistinguishable. Other methods such as spectrophotometry may be more suitable in these cases.
In order to calculate the stability constants from potentiometric pH titration data, two more types of equations are needed; the mass balance and charge balance conditions.
The total concentration of the metal ion may be written:-
all species containing M and the total ligand concentration
all species containing L A charge balance or electroneutrality condition expresses the fact that the solutioncontaining ions must be electrically neutral and, dropping the ionic charges for the sake of convenience, this can be expressed by Equation (6) .
all complex species
Substituting for each complex species from Equation 3 into Equation 4-6:
all species i j k containing M Guidelines for the determination of stability constants or pH is measured. Normally the hydrogen ion activity is determined, and, for a given titration point,equations 7-9 can be reduced to an equation with one unknown:
This computational method and its subsequent application is usually unnecessarily tedious. Rather, the digital computer can be used to perform an iterative solution. Then if two or more stability constants are unknown, two or more data points can be used to solve the equations for the unknown constants. More titration points are always determined than there are unknown constants, so that a set of average stability constants which best describe the data can be calculated by a non-linear least squares procedure. If the sum of the squared residuals, s, is defined asZ [Titer-titer(calculated)]2, the mathematical problem is that of finding the numerical values of the stability constants which will minimize s subject to the constraints imposed by equations 7-9 for each titration point. This is a standard minimization problem and can be solved by the method of Lagrangian multipliers (17) (18) (19) . From a knowledge of the stability constants together with [H], [LI or [M] , the concentrations of all other ionic species in the solution can be calculated for each point from equations 7-9. If activity coefficient corrections are to be made, the ionic strength can also be calculated from the species concentrations using equation 2 at each titration point. The minimization procedure, can also be performed using a total concentration or the pH.
Other Methods
The computational methods outlined above are based on the assumption that the concentration or activity of a single component in the solution, free hydrogen ion, free metal ion or free ligand can be measured. The ready availability of glass electrodes for the determination of hydrogen ion activity makes this one of the prime methods for determining stability constants and the design of experiments based on this method will be discussed later in this report. Two other methods involving different approaches are based PAAO 54:12 -Z 2682 CONMISSION ON EQUILIBRIUM DATA upon the measurement of conductance and UV or visible spectra. Some of the problems involved in determining stability constants using these approaches will be briefly outlined.
Conductance Method
The measurement of conductivity of solutions of symmetrical electrolytes provides a valuable method for studying the formation of uncharged ion-pairs. It is assumed that these species will not contribute to the conductivity of the solution and that the free ions obey the equations which have been established for the dependence of equivalent conductance upon concentration (13, 20) . This method has been used extensively for the study of complex formation in 1 -1 electrolyte solutions and has also been applied to 2 -2 and some 3 -3 salts (12). In the case of the higher charge-type electrolytes one of the greatest difficulties is that no information is available as to how the salt would behave if it were completely dissociated. The calculated stability constant depends to some extent upon the arbitrary selection of a curve to represent the conductance of the free ions. With unsymmetrical electrolytes the position is more complicated since the metal complex is itself charged and contributes to the measured conductivity. The calculation of stability constants in these systems has been discussed extensively by Davies (12) and by Monk and his co-workers (21) .
One of the strengths of the conductance method is that measurements can be made Although the measurement of absorbance is both easy and rapid, for the work of the highest precision, it has been recommended that cells should be filled and emptied without removal Guidelines for the determination of stability constants 2683 from the cell holder in order to prevent contamination of the solutions and the cell faces.
In addition, the spectrophotometer should be used to measure only small differences in optical density for which inaccuracies in the absorbance scale of the instrument are of little importance and the errors caused by stray light are minimal (13, 22) .
When only two species are present such as the ionization of monobasic acids, a direct approach of measuring the absorbance as a function of wavelength at various pH values can be used to calculate the equilibrium constant (23) . This may be useful for compounds whose solubility is too small to allow direct titration since absorptivities are often large enough to allow l0 mol dm3 solutions to be studied (23) . The Job method of continuous variation can yield both the stability constants and stoichiometry of the species without explicit determination of the absorptivities of the complexes. Unfortunately, if the complex is too stable or too weak (1 > K > 106) the K value cannot be determined spectrophotometrically. In addition, if the ligand or metal absorb at the chosen wavelength, the measured absorbances must be corrected. procedure similar to that herein described to calculate stability constants from potentiometric data.
To suppress undesired current-voltage maxima, sufficient gelatin to prepare a 0.005 percent solution is generally added. Other nonionic maxima suppressors such as Triton X-lOO or methyl cellulose are sometimes used. An indifferent or neutral electrolyte (e.g. 0.1 to 1.0 mol dm3 KC1) is generally added to assure that the total current at the working electrode surface is due to diffusion of the metal ion under study. The electroactive properties of oxygen, makes it necessary to remove all traces. This is generally done by bubbling oxygen-free nitrogen or hydrogen through the cell for 15 to 20 minutes prior to, but not during, polarographic measurements.
To test for reversibility, the "polarographic equation" (12) which describes the potential versus current character of the dropping mercury electrode, (dme) during reduction can be used
where Edme is the dropping mercury electrode potential at current i, and id is the diffusion and Zn . Of these ions the Cd , Pb , and Cu systems have been most thoroughly studied.
Polarography is often used to determine the maximum coordination number (p) for a metal in the presence of an excess of ligand by use of equation (13) Nancollas (14) and references therein should be consulted.
Experimental Design
Only those aspects of error analysis of importance in stability constant determinations will be discussed here. For detailed discussions of error analysis and statistics the reader is referred to treatises by Laitinen and Harris (26), Shoemaker and Garland (27) and Benson (28) . Before carrying out experimental work for the determination of stability constants in a specific system it is recommended that the effect of typical errors in the Guidelines for the determination of stability constants 2685 independent experimental measurements upon the calculated stability constants be examined.
In order to calculate expected errors in specific systems, an approximate stability constant for the metal complex of interest may be taken from the same system under slightly different medium conditions or from similar metals and/or ligands. Such calculations are readily performed by numerical differentiations (29) by increasing the independent variables by the expected error and recalculating the stability constants. This approximate error analysis will save much experimental work. As an example, for a model system such as calcium acetate with the acid stability constant of lO5dm3mol', metal acetate stability constant of 10 dm3mol, and with TM 0.01 mol dm3 and = 0.01 mol dm3, to calculate the metal acetate K value to within 1% would require a pH precision of 0.00002 or better.
This is clearly impossible and to attempt to achieve it a waste of effort. Yet for a similar system with a metal complex stability constant of l0 dm3mol, a precision of 0.003 in pH is sufficient to obtain the constant to within 1%. Although this degree of precision in pH measurements requires considerable experimental effort, it is at least attainable. Similarly, if in the same system, the stability constant is l09dm3mol, to determine the value to 1% would require 0.0004 in pH. This again is clearly beyond present day experimental precision. The larger values of K can often be measured potentiometrically by using a competition method involving two complexing systems. Thus the stability constants of some rare earth EDTA complexes, LnEDTA, have been determined by competition with CuEDTA2 and Ln3 in the presence of a second ligand 2,2' ,2"-triaminoethylamine (30).
In practice the experimental uncertainties in the total concentrations of metal, ligand and base should be less than 0.1%, and the pH should be determined to within 0.003.
The uncertainty in y1, the activity coefficient of a univalent ion will be 1 -2%. All these uncertainties are experimentally feasible.
Experimental Procedure
In this section the precautions which should be observed for precise determination of pH will be discussed. Although the use of the hydrogen electrode cell (20) force data involving quinhydrone, glass and hydrogen electrodes is shown in Table 1 . If uncertainties of 0.1% in analytical concentrations and 0.6% in hydrogen ion activity are assumed and a propagation of error analysis performed, the differences in Table 1 by a standard numerical partial derivative method. These calculated shifts are applied to the guessed constants to obtain a second set of improved constants.
These improved constants are then used to calculate the titer at each point and, hence, the cycle is repeated. This cycling with progressively improved estimates of the stability constants is repeated typically 10 times before the final values are printed.
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